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~UBSTITUENT EFFECTS OF THE STABILITY OF METAL CHELATES* 
Wilfred George Borduin and G. S. Hammond 
ABSTRACT 
. I 
The stability constants of the chela~e compounds of a series 
of substituted diaroylmethanes with several divalent metals in 
-"> 
I~ 
75 per cent by voiume dioxan-water were measured. The data were 
treated with the Hammett relationship . 
. log~- fb 
· k r 
0 
The expected correlation of rho values with ~etal-che.late bond type 
< 
was not observed. This lack of correlation is attributed to the 
free energy of solution of the metal chelate. If the measured rho 
values are to ~eflect the . ionic-covalent character of the metal-
chela~e bond,· it ·must be assumed that the free energy of solution of 
the metal chelate;:J '-'i·s independent of the metal . In general, this 
\ 
assumption is not valid. In this case it appears that this free 
energy term completely swamps out effects relating to the bond type. 
*This report is based on Part I of a Ph. D. thesis by Wilfred G. Borduin 
submitted December, 1957, to Iowa State College, Ames, Iowa. This 
work was done under contract with the Atomic Energy Commission. 
Introduction 
Experimental . 
Discussion . . 
Bibliography 
ISC-946 
iv 
TABLE OF CONTENTS 
. . . . . . . . . . . 
Page 
1 
4 
14 
28 
I SC-946 
l 
SUBSTITUENT EFFECTS ON THE STABILITY OF 
METAL CHELA TES 
Introduction 
A considerable amount of work has been done in the study 
of metal chelate compounds. Such compounds appear i'ri widely 
different fields from biochemistry to metallurgy, ~d any 
information obtained may have wide implications. A grea·t · 
deal of attention has been paid to the s~ability ·of these 
I 
metal chelate compounds in both the thermodynamic sense and 
kinetically. · Excellent reviews of the field are available in 
books by Martell and calvin (1) and Bailar (2) • 
• 
In this study attention will be centered on factors af-
fecting the thermodynamic stability of metal chelate compounds. 
These factors, as in most cases, can be convenient~ placed 
in one of two categories. First, sterie factors are directlJ 
or indirectly related to non-bonding interactions .between 
... 
neighboring parts of a _molecule or, more simply, factors 
which occur because two parts 'or a molecule cannot occupy the 
same space at the same time. Secondly, "electronic" factors 
- -
are usually accounted for by electrostatic and electron de-
localization considerations when steric effects may be counted· 
as essentially negligible. The ca t egory of the present ef-
fort is that of "electronic" effects. 
2 
The most suitable way in which to study electronic ef-
fects is to carry out experimen4s in such a way that steric 
effects can be assumed essentially constant. In this case, 
metal chelates of a series of symetrically substituted 
dibenzoylmethanes were studied. Thus steric factors at the 
functional group of the molecule were kept essentially 
constant by keeping the substituents in the meta and para 
positions of the phenyl rings. Use of substituted aromatic 
compounds as a means of studying electronic factors has the 
further advantage of being amenable to treatment by Hammett's 
(3) relationship. 
The Hammett correlation for substituted aromatic com-
pounds is of the form 
log k k= 
0 
where k0 is a rate or equilibrium constant of the unsubstituted 
compound, k is the rate or equilibrium constant of the 
substituted compound, 6 is a constant which is characteristic 
of a given substituent, and f is a constant which is 
dependent on the type of reaction under investigation. The 
( values are chosen by assuming a (value of one for the 
acid dissociation constants of substituted benzoic acids in 
aqueous solution. The value of 6 may be considered to be a 
measure of the sensitivity of a reaction to substituent 
effects. As a first approximation, it may be assumed that 
3 
the sensitivity of a reaction to substituent effects can be 
interpreted electrostatically in terms or the interaction ot 
the substituent dipoles with the change in the charge in the 
neighborhood of the functional group during a reaction. In 
the case of metal ehelates of substituted dibenzoylmethanea, 
it would be expected that the value will reflect the charge 
distribution across the metal-oxrgen bonds. It would be 
expected, for example, that metals forming more covalent 
bonds would have a smaller {value than those metals which 
form more ionic complexes. It ia proposed, therefore, to 
measure the ( values for some different divalent metals and 
compare them with our previous notions about tb.ei.r 
respective bonding characteristics. 01' particular interest 
would be deviations ot the p-methoX7 substituent& from a 
Hammett correlation. Such a deviation could be taken as 
indicating a significant degree ot covalent character in the 
metal-chelate bond because ot possible contributions of 
structures such aa 
• 
4 
Experimental 
The stability constants of the chelates of Be, Mg, co, 
Ni, Cu, and Zn were measured using the method of Bjerrum (4). 
Because of the lack of solubility of the metal chelates in 
water, 75 per cent by volume dioxan-water was used as a 
solvent medium. This solvent, although greatly enhancing 
the solubility of the metal chelates, still allows suitably 
reproducible potentiometric measurements of hydrogen ion 
concentrations. 
Materials 
The preparation of the chelating agents, p-MeO, p-Me, 
m-MeO, m-Me, p-Cl, and the unsubstituted dibenzoylmethanes 
has been described previously (5). 
The metal perchlorates were obtained from G. F. Smith 
Co. and were used without further purification. Beryllium 
nitrate was furnished by Dr. D. s. Martin. Potassium 
perchlorate was recrystallized from water to which a very 
small amount of potassium hydroxide was added. 
Dioxan was purified according to the method of Fieser (S) 
and stored over sodium. Shortly before use the dioxan was 
refluxed until the sodium appeared bright, and the required 
amount of dioxan was distilled off. This procedure was used 
to eliminate noticeable amounts of acid which probably were 
formed by hydrolysis of an oxidation production of the dioxan. 
.. 
5 
Carbonate-free 0.5 N potassium hydroxide solution was 
prepared by allowing a suitable amount of potassium to react 
with isopropyl alcohol under a nitrogen atmosphere and then 
diluting with water to the proper volume. 
Method and apparatus 
The titratio~ vessel used was a double walled beaker of 
' 
about 250 ml. capacity fitted with an inlet and an outlet to 
the outer jacket. Water maintained at 25°C., by a constant 
temperature bath, was pumped through the outer jacket. The 
top of the vessel wa~ covered with a large rubber stopper 
fitted with Be~kman glass and calomel el~ctrodes, an air 
powered stirring motor, an inlet tube for nitrogen, and a tube 
for the addition of the titrant, arranged so the tube projected 
just below the surface of the solution in the vessel. 
The potentials across the calomel and glass electrodes 
were measured with a Beckman model G pH meter. All parts of 
the apparatus were grounded to the same potential, including 
the water in the water bath. At the time of a measurement, 
all electrical apparatus in the neighborhood of the titration 
vessel w.~e shut off. 
Calibration of t~ pH meter to measure log LH~ 
The pH scale of the pH meter was used for all measure-
ments since it is necessary to go through zero milivolts during 
6 
moat titrations am this would require switching from the • 
to the - av. scale, which apparently d!d not match up exactl7 
on the meter used. An additional advantage ot ·the pH scale 
is that with the tempe rature compensator set at 25° c.J 
changes in potential are read directly in units ot log IJJ!J. 
All that need be determined is an additive constant which 
relates scale reading to log ~_7. With the zero adjusting 
knob turned to the counter-clockwise lilli t_, the scale reading 
tor an aqueous buffer ot pH 7 was observed. This reading 
was recorded and any variation ot it before and after a 
titration was taken to indicate a change in the condition ot 
the electrodes. 
The variation in this reading over a large period of tiae 
was negligible. The additive constant for tba meter and 
electrodes used was determined by comparison ot pH meter 
acale readings with known concentrations of percbloric acid 
in 75 per cent dioxan-water solutions. The range ot per-
chloric acid concentration was between 0.0001 and 0.1 N. All 
solutions were 0.05 N in potassium percbl.orate. The plot ot 
log ~_7 versus pH meter scale reading waa essentiall7 linear 
with ~ sl~pe or· o~e. The scale constant tor the meter was 
' + found to be 1.25 - o.oz. A similar process was carried out 
with solutions of' known concentrations of' potassium hydroxide. 
Using the scale constant ot 1.25J the negative logarithm ot 
the ion product of 75 per cent dioxan-water 0.05 N in KClO• 
7 
was calculated to be about 16.9. This is a very reasonable 
value (7• P• 591). The reproducibility of this value was 
taken as indication of the purity or the dioxan. 
stabili~ or the potentials 
No great 'difficulty was involved in obtaining stable 
i 
potentials in . a fairly well buffered solution when suitable 
precautions were taken to . ground the apparatus. . .The .onlJ 
. ' 
'time drifting potentials observed were in the neighbor-
hood of a sharp end point where bufferin:g W9S' siight. This 
i introduced no great error since values of the potential at 
these points ' were -~ot critical to the calculation of the 
equilibrium cons~ants. 
.. 
Measurements of stability constants 
Suitable volumes or stock solutions or metal perchlorate• 
in water and the ehelating agent in dioxan were diluted with 
enough water and . dioxan to :form 98.5 ml. ot a solution about 
0.0005 Min metal ion and 0.002 Min chelating agent in 75 . 
per cent by vol~e dioxan-water. Enough solid potassium 
, . 
perchlorate was added to make the solution 0.05 N in KOlo4• 
The volume 98.5 ml. is obtained when 25 ml. or water and 75 
ml. of dioxan are ~ombined. No measurable deviation· from 
this value is observed in the presence of dissolved salts. 
Tbe solution was titrated with approximately 0.05 N KOH in 75 
per cent dioxan-water. 
8 
Calculation of stability constants 
The method used to calculate the formation function is 
identical to that illustrated by Martell and Calvin (1, p. 
j 
87) • The formation function valp.es for a given titration are 
plotted versus the logari thm of the concentration of the 
chelating agent anion. A first ~pproximation to the value 
of the pKs for the stability of the complexes is given by 
the value of the logarithm of the chelating agent anion 
which corresponds to a value of the formation function of 0.5 
for the first step of chelation and a value of 1.5 for the 
second step. These approximate ;Values are refined by means 
of the convergence rela t i onship reported by Von Uitert, et 
al. (8). The refined values are given in Table 1. 
The products of the first and second equilibrium 
constant were compared with the equilibrium constant of the 
overall reaction which is obtained from the value of the 
logarithm of the chelating agent anion concentration that 
corresponds to a value of t he formation function of one. 
This comparison was used as a check on the internal consisten-
cy of the data. In any case in which the data did not check, 
and especially if it was not possible to experimentally 
observe all the constant s as is the case of strong chelates, 
the formation of a species of KeMOH or the hydrolysis of the 
metal was suspected. In order to check the possibility of 
formation of KeMOH,experiments were carried out in which the 
concentration of the chelating agent was varied while every-
9 
Table 1. Stability constant of substituted metal dibenzoyl-
methane 
P""OCH3 p-CH 3 H m-oe~ p-C1 
pKa 12.35 11.99 11.58 11.41 10.78 
Be 
pK1 11.81 11.36 10.55a 10.71 10.62 
t,,1K2 
10.59 10.46 9.93a 9.97 9.70 
11.20 10.91 10.30a 10.34 10.16 
Co 
pK1 . 8.43 8.33 8.28 8.10 7.82 
PK2 7.45 7.63 7.45 7.35 7.15 
it>~~ 7.94 7.98 7.86 7.72 7.49 
Cu 
~~ . 12.42 12.02 11.4:2 ---10.00 9.83 9.86 ---
tpK1lt:a 11.03 --- 10.92 10.64 ---
Kg 
~~ 6.54 6.48 6.39 6.27 6.06 5.22 5.28 5.19 5.25 5.17 
JpK1~ 5.89 5.88 5.79 5.76 5.62 
Ni 
~~ .. 8.90 8.91 8.76 8.99 8.33 7.52 7.52 7.56 7.96 7.31 
. 'jpK1K2 -8.21 8.21 8.15 8.48 7.82 
Zn 
p~ 8.39 8.20 8.05 8.01 7.62 
p 2 7.32 7.07 7.02 7.08 6.79 
jp~K2 7.82 7.64 7.54 7.54 7.21 
~qu111br1um possibly not established. 
,I 
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thing else was kept constant. Any large variation in the 
calculated constants under these conditions was taken as 
indication of formation of a species other th~ those taken 
into consideration in the calculation of the formation func-
tion. On this basis, for instance, data for lead were not 
included. 
Slow formation of the berlllium chelates 
It was observed during the titration of the beryllium 
chelates that the, pH meter reading drifted for a time after 
the solutions ~ mixed and also after some increments of base 
were added. This behavior was established as being due to the · 
slow formation of the beryllium chelate by observation of a 
change with time in the ultraviolet spectra between 390 and 
410 ~· This experiment was carried out using a Beckman 
model DK- 2 recording spectrophotometer. The difference in · 
spectra between a 0.002 M solution of dibenzoylmethane in 75 
per cent dioxan- water and a like concentration of chelati,ng 
agent plus 0.0005 M beryllium perchlorate and a small amount 
of KOH was recorded. No attempt was made to obtain quantitative 
data because the evaporation of solvent from the 1 mm. · cells 
used was quite rapid. It could be ascertained, however, that 
the changes in spectra with time were definitely due to the 
slow formation of beryllium chelate. The constanm recorded 
for beryllium are based on data recorded when the pH meter 
reading became relatively stable. This required variable 
ll 
amounts of time depending on the extent of the titration and 
the chemical nature of the ohelating agent used. The times 
ranged ' from several minutes to several hour~. 
Spectrometric determination of stability constants 
It was hoped that a method could be developed for measur-
ing stability constants in those oases in which hydrolysis 
occurred to give either some metal hydroxide or hydroxy 
chelate, KeMOH. The difficulty encountered in obtaining ac-
curate stability constants when hydrolysis occurs arises 
from the fact that when suitable account is taken of the 
hydrolyzed species in Bjerrum's formation function, there is 
one more unknown than there are equations. Thus, if it were 
possible to measure with sufficient accuracy one . of the 
other species present in solution,in addition to the hydrogen 
ion,suitable account could be taken of the hydrolysis • 
. spectrometric methods were tried. 
The change in the ultraviolet spectra of the ohelating 
agent with the extent of chelation was observed. The con-
centration of the ohelating agent in 75 per cent dioxan-water 
was kept the same as that for the potentiometric measurement~ 
in order that comparable results might be obtained. The 
concentration of metal ion was varied. The difference in the 
spectra between ohelating agent and ohelating agent plus metal 
ion was obtained by placing the ohelating ~gent in the refer-
ence cell and the ohelating agent plus metal in the sample 
cell of the Beckman ·model DK-2 recording spectrophotometer, 
12 
and using the 0-200 scale. Cells ot one mm. thickness had to 
be used because of the high absorbance of the chelating 
I 
agent in the ultraviolet. The cell was capped to prevent 
excessive evaporation. untortunatelf the precision ot this 
method was not as great as would be desired in order to 
utilize it in measuring the amount ot hydrol~sis which might 
occur. All that can be said is that the IP, ectrometri call7 
- ''\' 
determined chelation equilibrium constants are of the same 
' 
order ot magnitude as the values determined potentiometrical-
1~. 
A second spectrophotometric method was tried tor the ·) 
copper chelate of dibenzoylmethane based on the· change wiih 
chelation in the visible spectra or copper ion in the region 
between 600 and 800 ¥• It was hoped that it the s~steaa 
tor the various copper chelates could be accurately analyzed, 
other metals could be observed by competition experiments. 
The experiment was carried out by making up a aolution 
a1milar to that utilized in the potentiometri-c experiments on 
the copper dibenzoylmethane chelate except that no chelating 
agent was present ini tiall7. The spectrum ot this aoluti~n 
with 1ncreas1n~ amount or added chelating agent was observed 
. . ·. 
b~ pipetting a suitable amount ot ,the solution into a 10 aa. 
spectrophotometer cell atte~. each addition ot chelating agent. 
The solution in the ceU was poured back into the main bodJ' 
ot the solution after observation ot its spectra ·tor the Dext 
I 
c f 
13 
addition of chelating agent. The small amounts of solution 
adhering to the s-ides · ·or the cell were ignored. The con-
centration of chelating agent was varied from 0 to 0.002 M. 
The concentration of copper was kept constant at 0.0005 M. 
The pH meter reading of the solution was also recorded after 
each addition of chelating agent. When the addition of the 
I 
chelating agent was completed, the solution was ti.trated with 
· 0.05 N KOH and in a manner similar to the above' tbe ·spectra 
and the pH me;ter reading were observed~ 
Use of the pH meter data allows one to· estimate from the 
\ ' 
earlier potentiometric data the degree of chelate formation 
and compare it with the . spectra. It is observed that the 
absorption band of. copper ion is shifted to shox>ter wave-
lengths as the degree or chelate formation increases to one. 
The extinction coefficient also increases in the monochelate 
species over that of the hydrated cupric ion. Adoition of 
i KOH increased . the degree of chelate formation to about 1.5. 
The spectrum was shifted still further toward shorter wave~ 
lengths and the .'~xtinction coefficient still further increased. 
Unfortunately the changes in spectrum with chelating agent 
concentration were not large enough to allow accurate estima-
tion of chelatihg constants directly from the spectral data. 
However, the value estimated from the data is of the right 
order of magnitude. Estimates were made of the extinction 
coefficients of the various species involved at650 and 750 
rnA, ignoring the possible hydrolysis products, by using 
14 
equilibrium constants calculated f'rom the po,tentiometric 
1data. These data are shown in Table 2. 
Discussion 
The variation in the sensit~vity to substituent ef'f'ects 
on the chelating molecule f'rom m&tal to metal was not as large 
Table 2. Extinction coefficients ot the copper dibenzoyl-
methane 
650 1$ 
2 1.88 .X 10 
6.12 .X 102 
750 1llf1 ' 
3.66 .X 102 
3.89 .X 102 
----------------------------------------------------------
as mi~1t be desired, the observed variation in several cases 
being only on the borderline of' experimental uncertainty. 
In Figures 1 to 7 are plotted the stability constants tor the 
various metal ions versus Hammett's sigma values. A best 
-
straight line is drawn. This line is drawn visually. NO 
att&mpt was made to do a least squares treatment since several 
of the plot~t contain at least one point which deviates 
considerably and thare are not $hough points 1ef't to yield a 
more dependable value. ~he value of' thEt slbpes· ot these lines 
0 
~ 
Q. 
\. 
' .. 
. . 
Figure 1. Acid association constant of di-
aroylmethanes versus c;. 
-:.: 
Q. 
-IN 
N 
~ 
10.0 
10.5 
Q. 10.0 
12 .0 -
~ 
-:lie 
Q. 11 .0 
10.0 
--
-0.2 
Figure 2. 
.........._ 0--
16 
--
0 
-- "6-
-- 0 
Stability constants of beryllium 
diaf. oylmethanes versus 6. 
' I 
-IN 
7.5 
-----p--
' 
..... __ ,.....,., . }-
17 
--- -..o v-- ~--0--~--·' 
--() Q. , 
7.0 
0 
---- -- 0 
---- •f 
·--
o-...........: . 
Figure 3 . . Stabil.ity constat;ltS of cobalt 
diaroylmethanes versus f. 
I~ 
~· 
18 
' 0 
)t.~ 11.0 -:-o-..: ___ 
----)t. - --.;.. --0. 
----0 --
105 
--cr--_g_ ' 
---
--
--
Figure 4. Stability constants of copper 
diaroylmethanes versus 6. 
19 
...:Q._ 
· o 
·- ---;), 
> ( ~ . 
o-~ . 
0--
-
-
0 
---.;.. 
i 
i . 
o __ . 
0 
Figure 5. Stability constants of ma~nesium 
diaroylmethanes versus~ . 
·1 
Q. 
-IN 
7. 
20 
.---.----~--___, - i _· - -r-·· 
0 
-o-- o 
' --
---- ; 0-r---
... 
. --
---0 
I. 
0 
-:2 7.5 '"()- - -o--- o 
- · Q. -
----o .. ---,._ 
9 
--
0 ----0 
. --
--· 
---
0 
0 
--
':£ a.s-
Q. 
(J' 
Figure 6. Stability constants of nickel 
diaroylmethanes versus 6. 
·' . 
21 
8.0 
N 
¥ 
X 7.5 
0.. 
-IN . 
7.0 
7.5 
N 
¥ 
0.. 
8.5 
-8.0 ¥ 
0.. 
7.5 
-o--... 
--
--... 
0 --... 
--
-4. 0 
-
--
--
-- ~--
--... 
---
0 
----
0 
o--..._ 
--
----
-----o 
0 
Figure 7. S~ability constants of zinc 
diaroylmethanes versus 6 . 
22 
are given in Table 3. 
It can be seen that the expected correlation of rho 
value with the ionic-covalent character of the metal-chelate 
bond is not present. In particular, the value for magnesium 
is the lowest observed. It would be expected that magnesi'um 
should form a very ionic bond; one, therefore, would expect 
a larger rho value of the order of magnitude of that for the 
hydrogen chelate. This unexpected behavi?r can possibly be 
f / Table 3. values for stability of substituted metal 
dibenzoylmethanes 
Metal pKl PR2 ~ 2PK1K2 
ae 2.45 2.00 2.08 
Nt 1.57 0.48 0.76 
Co 1.30 1.28 1.25 
Zn 1.25 0.98 1.14 
Mg 0.98 o.oo 0.45 
H 2.63 
23 
traced to one of three things$ improper interpretation of 
the character of the hydt•ogen chelate$ improprie ty in 
comparing rho values of diffe r ent me t a ls due to lack of 
c~ncelling of specific effects such as solvation energies 
or, finally, s ys tematic breakdown of the Hammett treatment. 
Evidence for the highly ionic Character of the hydrogen 
chelate bond is quite convincing (5). Chief among this 
\ 
evidence is the very great similarity between the ultraviolet 
spectra of the hydrogen chelate and the enolate a~on. It 
does not seem reasonable to attribute lack of the expected 
correlation to this cause. 
In order to examine .the second possible reason tor the 
lack of c·orrelation between ·the values of Hanmiett rhos and 
the ionic-covalent character of, the metal Chelate bond, it 
will be profitable to separate the free energy terms involved 
\ 
into several parts. The free energy term related to the 
stability .constant of a metal chelate as measured in solution 
' 
we will label AF (s). , This free energy can be stated as the 
. .. 
sum of terms involving the free energy of the reaction in the 
~ 
gas phase and the free energies of solvation of the species 
involved in the reaction. Thus 
where the last three terms represent the free energies ot 
solvation of the metal ion, the chelating agent, and the prod-
.. 
24 
uct chelate, respectively. In the Hammett treatment, what 
is under observation is the difference between the free 
energy of formation of a chelate with some standard compound 
and the :free energy of formation of a chelate in 1'b.ich some 
relatively small modification in structure has been made. 
Thus 
The term A .dF (s) is representable b7 the product of two 
constants if a Hammett treatment is. applicable. The term 
A ~F(g) representing the difference in free energy changes 
in the gaseous phase is the ter.m upon which one 1would relf 
for a comparison of the Hammett rho values for different metal 
ions sucn as was proposed here with the expectation or 
obtaining information on the bond character of the metal 
chelate bonds. However, .d.A. F(s) is the term observed experi-
mentally. Therefore, any interpretations of these data 
involving different metal ions require ./ that the term 
. 
.. 
A A..FMK be known or cancels out for two metals. Sufficient 
data for the estimation of the free energies of solution of 
the metal chelates would not be impossible to obtain from 
solubility measurements. However, i~ the work presented here, 
it was assumed that the free energy of solution of different 
metal chelates W9.s . essentially the same for various metals 
and thus the .&4F term would be effectively zero. That 
MK ' 
. l 
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this is not necessarily the case can be seen by consideration 
... 
of the first chelation step of a divalent metal in which the 
product still has a single positive ·oharge. Since we khow 
that the tree metal ions vary considerably in their solvation 
energies, it would not be expected that replacement of a few 
solvent molecules by a ohelating agent r~duces this difference 
to an insignificant amount. Even in the case of the dicbelate 
j 
of a divalent met$.1 which ia electrically neutral, ·there is 
' ' . 
evidence that tbe . Ll~FMK term is not the ~, same for .different 
' ' 
metals. For instance, it is known that i;;he ' nickel· chelates 
of ,6'-diketones generally form soivates which are isolab le·1'•; 
on the other ·hand, tbe copper chelates are only ra.rel¥ found 
as solvates. It is qui.te likely that the · overall trends of 
the sensitivity of metals to substituent effects on the 
chelating agent molecule are greatly affected by considerations 
of the .d.AFMK terms, so much so that it may completely mask 
.. 
the effects relating to the metal-chelate bond type. 
One effect ·that should not be masked by tba energy of 
solvation of the - · ~etal chelate is the expected deviation of 
-.c.~ .. 
the p-methoxy compound·s from a linear Hammett plot in those 
cases in which a large amount of covalent bonding occurs, 
since, in this case, a comparison between different metals 
is not necessary. Examine. tion of 'the plots of stability 
indicates 
constant versus Hammett's sigma values / that several devia-
tions do indeed occur. One of the unexpected deviations is 
the behavior of the m-metboxy compound in the oases of nickel 
26 
and zinc. It is observed that this deviation also occurs to 
some extent in the plot for the ,acid dissociation constants 
of the chelating agents. Further, if the acidity of the 
dibenzoylmethanes is plotted versus the acidit.f of substituted 
benzoic acids as measured in 75 per cent dioxan-water, it is 
observed that the p-metboxy derivative fits quite well. On 
this basis the deviation is possibly explainable in terms of 
a systematic change in the energy of solvation of the m-
methoxy group. More difficult to find a possible excuse for 
is the case of the p-methoxy substituent with cobalt. While 
deviations were looked for with this group, this deviation ia 
in the opposite direction from that expected in tbat the 
formation constants are smaller than predicted by the Hmnmett 
relationship. It should be emphasized that these deviations 
cannot be associated with experimental errors, since in 
every case the same stock solutions of metal were used with 
each chelating agent, and the same stock solution of 
chelating agent was used with each metal. In addition, all 
the data for the points wbicln. deviate most strikingly are 
internally consistent, indicating that there is little likeli-
' hood of arJ3' error due to the lack of accuracy in the hydrogen 
ion concentration measurements or to undetected precipitation 
of metal chelates. 
Finally, it should be mentioned that tbe only systematic 
trend ·in the apparent rho values is a correlation wi tb the 
order of magnitude of the stability. Smaller stabilit.f 
.: 
constants reflect a smaller sensitivity to substituent effect& 
This behavior might possibly be taken to indicate that 
the Hammett plo'fl; are not straight linea but are curved. The 
relatively small effects which cause the scatter of experi-
mental points could readi~ bide such an effect. Equally 
possible may be the occurrence of a solvation effect similar 
to tbat discussed above which parallels the stabilit7 of the 
ohelates. 
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